thicknesses of order even unity. (According to the remarks in the preceding paragraph, this result is probably not dependent on our approximate method of solution of the equation of transfer.) This result has some interesting astrophysical applications. But it will take us too far outside the scope of this paper to go into them here. The oxidation of gaseous formaldehyde at temperatures in the region o f 340° C has been studied manometrieally and analytically. The observations made by previous investigators on the reaction have in general been confirmed, but, in addition, certain new kinetic data have been obtained. In particular, the effect of diameter on the rate has been shown to be much less profound than had been reported previously, and the coupled decom position of formaldehyde, induced by the presence of only very small am ounts o f oxygen-a fact pre viously noted by Style & Summers-has been confirmed. In order to explain this new data and to provide a more satisfactory alternative to the reaction schemes already proposed for this reaction, a mechanism based on the oxidation of hydrogen and hydrogen/carbon monoxide mixtures, to which formaldehyde may be regarded as analogous, and involving H and O atom s and OH and H 0 2 radicals has been developed which will account for the observed facts satisfactorily, and does not involve the postulation of the rather cumbersome intermediates previously put forward.
Since the oxidation of many organic compounds, particularly hydrocarbons, pro duces formaldehyde as an intermediate, a knowledge of the mechanism by which formaldehyde is itself oxidized is of importance in placing the kinetics of such oxidations on a sound footing. This reaction has been studied on five previous occasions, by Askey (1930) , Fort & Hinshelwood (1930) , Bone & Gardner (1936) , Spence (1936) , and Snowdon & Style (1939) . Only in the last two investigations have reaction schemes been proposed, and we consider th at these cannot be regarded as satisfactory in view of the large number of ad hoc assumptions which have been made to account for the observed facts.
All previous workers are agreed that the chief overall reactions involved in the oxidation are CH20 + 0 2 = C0 2 + H 20 ,
CH20 + $0 2 = CO 4-H 20 .
Askey and Fort & Hinshelwood have shown th at the velocity is practically pendent of the oxygen concentration but very dependent on the formaldehyde concentration, and Askey states th at the C0 /C0 2 ratio decreases as the temperature is raised. Bone & Gardner studied the velocity of reaction of 2 :1 and 1:1 mixtures of formaldehyde and oxygen at total pressures considerably higher than those employed by other workers, and obtained evidence of the formation, in the early stages of the reaction, of formic acid and peroxides. They also stated that an increase in the surface/volume ratio retarded the reaction considerably.
Spence studied the reaction more comprehensively and supplemented pressure measurements with analyses. He showed th at in the presence of an extensive surface of powdered glass oxidation according to (1) is almost complete and occurs hetero geneously, and stated that an increase of vessel diameter increased the rate of production of carbon monoxide. Spence obtained a value of 17-6 kcal. for the overall activation energy determined from the variation of the initial rate with temperature, which differs somewhat from the value of 20 kcal. given by Fort & Hinshelwood, determined from the times of half-reaction at different temperatures. Spence was unable to confirm Askey's observation that the C0 2/C0 ratio increases as the temperature is raised. He puts forward a reaction scheme, based on th at proposed by Backstrom for the oxidation of aldehydes in the liquid phase, which involves the peroxidic H 2C0 3 and activated formaldehyde and formic acid molecules eventually leading to the following equation for the disappearance of formaldehyde:
which fits his results quite well. Snowdon & Style reinvestigated the reaction supplementing pressure measure ments with gas analyses and also with a spectrophotometric method of determining formaldehyde. They found that, except for a short initial period of acceleration, their results could be expressed by the formulã~^H~
= ^HCH°] ([HCHO] -C),
which they showed also to fit Spence's results satisfactorily, and they were able to derive this equation from a modified form of Spence's scheme. Both Spence and Snowdon & Style refer to a variability in the results due apparently to changes in the activity of the surface.
I t occurred to us that, in view of the fact th at formaldehyde readily decomposes to CO and H 2 and that its ignition temperature a t pressures below atmospheric is of the same order as that of hydrogen/oxygen mixtures (Kane, Chamberlain & Townend 1937) , the mechanism might well be represented by a modification of th at which has been employed successfully in the oxidation of hydrogen and hydrogen/ carbon monoxide mixtures (Lewis & v. Elbe 1938; Buckler & Norrish 1938) . On the basis of the previous work and the additional results presented in this paper, we have been able to show th at the oxidation of formaldehyde can be described by a mech anism involving hydrogen atoms along the same lines as the hydrogen/oxygen reaction.
At temperatures below the ignition region, the kinetics of the process show th at it is one involving straight chains dependent on the surface in a secondary way, and th at the surface is not a primary factor controlling the rate, taking control only a t low diameters.
We have concerned ourselves with conditions under which the oxidation is homo geneous and have coupled rate measurements with analysis of the products at different stages of the reaction. The results indicate th at both reactions (1) and (2) occur concurrently in the gas phase, reaction (2) predominating, and th at these reactions are coupled with an induced decomposition (already noted by Style & Summers (1946) 
which becomes relatively more important as the oxygen concentration becomes very small. This observation is not explained by the mechanisms already proposed but is readily interpreted by the more simple scheme now proposed.
E x p e r i m e n t a l m e t h o d (a) Reaction system
The general arrangement of the apparatus is shown in figure 1 . The cylindrical pyrex reaction vessel (R.V.) of length ten inches was supported horizontally in an electric furnace F of length twenty-four inches, the temperature of which was measured and maintained constant to within ± 1° C by means of a chromel-alumel thermocouple T, enclosed in a silica sheath and connected to a Cambridge regulator. The thermocouple was calibrated by using the melting-points of tin, lead, zinc and antimony, and the boiling-point of water as fixed points. The reaction vessel was joined to the rest of the apparatus through the ground joint O, which was constructed so th at it could be sealed with mercury. The main line was evacuated by a mercury vapour pump backed by a Hyvac pump, and various leads were attached to it through which the pure reactants and any other gases required could be admitted.
Formaldehyde vapour polymerizes rapidly a t room temperature, and it was therefore necessary to make arrangements to obviate this as completely as possible. The spoon gauge (Foord 1934) used for following the progress of the reaction was therefore modified by fitting it with a mercury-sealed ground joint between the spoon of the gauge and the inner jacket, and the outer jacket was then wound with 22 s.w.g. nichrome wire and asbestos string. Two small regions were left unwound, one for inspecting the ground joint and the other to allow for the beam of light employed in following the movements of the mirror. A thermocouple was inserted between the inner and outer jackets so th at the temperature of the gauge could be kept approximately constant at 100° C. All connecting tubing which came into contact with formaldehyde vapour was wound with 22 s.w.g. nichrome wire and heated electrically to 100° C. After the reactants had been admitted to the reaction vessel they came into contact only with the tap Tv I t was found th at polymerization still occurred to some extent at this tap, and so a mercury seal similar to th at described by Carruthers & Norrish (1936) was used. The mixing vessel in which mixtures were made up prior to admission to the reaction vessel was maintained at 100° C by means of a steam jacket; and the mercury manometer, used in making up mixtures and calibrating the spoon gauge, was also wound with 22s.w.g. nichrome wire and protected with an outer glass sheath and heated electrically to 100° C.
Capillary tubing was used to connect the mixing vessel and spoon gauge to the reaction vessel in order to reduce the dead space as much as possible. The dead space was measured and was approximately 8 % of the volume of the reaction vessel. The vacuum obtained in the apparatus was measured by a McLeod gauge.
Ordinary tap grease proves unsatisfactory for use in heated taps, which stick very quickly after regreasing. This difficulty was overcome by using ordinary tap grease stiffened with aluminium stearate as recommended by Puddington (1943) .
(b) Preparation of gases
Formaldehyde. Formaldehyde was prepared by the method given by Spence & Wild (1935a) . Paraformaldehyde was heated to 100° C in a distillation vessel joined to a separator vessel made by folding 10 mm. glass tubing into three U-tubes. The upper part of this separator vessel was wound with nichrome wire and heated to approximately 100° C, while the lower half was immersed in C0 2-ether. The system was thoroughly pumped out before starting the preparation, and all condensing walls flamed. The formaldehyde was condensed by liquid air in a trap where it was stored for use.
Oxygen. Oxygen was prepared by the electrolysis of 10 % sodium hydroxide solution saturated with barium hydroxide and stored over water. Before use it was passed over platinized asbestos at 350° C, and then over soda-lime and phosphorus pentoxide, and finally passed to the pump-line through a liquid-air trap.
Nitrogen. Nitrogen was taken from a cylinder and stored over water. Before use it was passed over reduced copper gauze at 700° C, and then over soda-lime and phosphorus pentoxide.
Carbon monoxide. Carbon monoxide was obtained by dropping pure formic acid on to concentrated sulphuric acid heated to 150° C in an oil-bath. The carbon mon oxide was purified by passing it through concentrated potassium hydroxide solution and then through tubes containing solid potassium hydroxide. It then passed through a trap cooled in C0 2-ether to a further trap in which it was condensed in liquid air. The first third of the condensate was pumped off and the middle third allowed to evaporate into an evacuated 21. bulb where it was stored for use.
Carbon dioxide. Carbon dioxide was obtained by allowing 'dry-ice', previously cooled in liquid air, to evaporate into a bulb where it was stored for use.
(c) Analysis of products
Though the rate of oxidation of gaseous formaldehyde may conveniently be followed by the change in pressure accompanying the reaction, it is essential to have a knowledge of the amounts of reaction products in order th at these pressure/ time curves may be correctly interpreted. Previous workers have shown th at the main products are C0 2, CO, H 2 and H20 . Their analyses were invariably carried out using the Bone & Wheeler apparatus, and in order to deduce the partial pressures of the products in the reaction vessel, they assumed th at the above substances were the only products of the reaction, though small amounts of formic acid and peroxide have also been shown to be formed.
The method of analysis used in the present study was devised so th at the amounts of the principal products could be determined directly by measuring the pressure tjiey exert in a known volume. In this way errors of determination associated with liquid reagents are eliminated. By freezing out with liquid air, it was possible to separate the carbon monoxide and hydrogen from the water, carbon dioxide and formaldehyde. These were then oxidized by means of a red-hot platinum spiral in the vessel B, so constructed th at the pressure could be increased by admitting mercury from a reservoir. In this way complete oxidation was obtained in a reason able space of time. The carbon dioxide and water produced were frozen out in a special thimble D attached by a side arm, and the pressures exerted by them mea sured on a sensitive spoon gauge of the pointer type, the movement of the pointer being observed by a travelling microscope. A check was made on the accuracy of the method by placing known amounts of carbon monoxide and hydrogen in the reaction vessel and performing a test estimation.
The reaction products which had been frozen out in liquid air consisted almost entirely of C0 2, H 20 and unchanged formaldehyde. Attempts to remove formalde hyde by decomposing it on a red-hot spiral before measuring the pressure of C0 2 were unsuccessful as the water-gas equilibrium was set up. However, at -110° C, formaldehyde has a vapour pressure of only 0-95 mm. (Spence & Wild 19356) , while carbon dioxide has a vapour pressure of some 35 mm. Hg, so the carbon dioxide was measured with the liquid air replaced by melting ethyl iodide at -110°C. Tests made on mixtures of formaldehyde and carbon dioxide of known composition gave satisfactory results. The experimental procedure was as follows: The contents of the reaction vessel after a fixed time were shared with the vessel B which was about 200 c.c. in volume. Its contents were then frozen out in the narrow tube at the bottom with liquid air, and the non-condensed gases shared with C, after which B was pumped out. The tube at the bottom of B was then surrounded with melting ethyl iodide in place of liquid air, and the pressure of carbon dioxide measured on the spoon gauge mentioned above (correction was made for the small finite vapour pressure of formaldehyde at this temperature). From a knowledge of the sharing ratio between B and the reaction vessel, the partial pressure of carbon dioxide initially in the reaction vessel could be calculated. The carbon monoxide and hydrogen were oxidized in C by means of the platinum spiral at bright red-heat, after increasing the pressure in C by letting mercury in from the bottom in order to get complete combustion of carbon monoxide and hydrogen. The mercury was later sucked down to its original level by means of a water pump. After the combustion, the carbon dioxide and water produced were frozen out by placing liquid air in the small thimble D. The pressure of carbon dioxide in C was then obtained by replacing the liquid air by C0 2-ether and noting the pressure change on the gauge, and the pressure of water by allowing the thimble to warm to room temperature and again noting the increase in pressure. Care was, of course, taken th at the pressure of water vapour in C was never greater than the saturation vapour pressure of water a t room temperature.
(
d) Method of carrying out runs
Mixtures of formaldehyde and oxygen (and any added gases) of the desired composition and total pressure were made up in the mixing vessel and allowed to stand for some 10 min. in order to become completely mixed. The mixture was then allowed to enter the reaction vessel through taps Tx and T2, and Tx was then closed. A thread of mercury was immediately let up to act as a seal. The pressure was noted immediately, and readings of the gauge taken at suitable intervals.
In performing the analyses of the reaction products, a series of runs with the same concentrations of reactants was performed, the gases in the reaction vessel being shared with B after a desired reaction time had elapsed.
E x p e r i m e n t a l r e s u l t s
The kinetic results showed some tendency to vary, probably due to variations in the surface, though the reaction is almost independent of the surface/volume ratio as will be seen later, and later runs did not with a given mixture, always give the same rate as earlier ones. Provided, however, th a t the reaction vessel was not allowed to stand for a prolonged period of time, or to cool between runs, the results were quite accurately reproducible. Each set of results is therefore consistent in itself, though the rates are not always the same as those obtained in earlier or later ones. 
(a)
Effect of varying oxygen concentration A series of formaldehyde/oxygen mixtures was made up with a constant pressure of formaldehyde, but with varying amounts of oxygen. The results are shown graphically in figure 2, and the initial rates in the various cases are listed in table 1. These results confirm the results of previous workers on the effect of oxygen con centration on the initial rate. I t is noticeable th a t there is a trend towards a faster rate in the later stages of reaction as the oxygen concentration is increased. (b) Effect of varying formaldehyde concentration A series of runs was performed with mixtures containing varying amounts of formaldehyde. The results are plotted in figure 3, and tabulated in table 2. They show th a t the initial rate is almost, if not quite exactly, proportional to the square of the formaldehyde concentration. Spence's results when plotted in the same way also give a good straight line; one point (at = 263 mm.) has been omitted from this plot as, from inspection of his table, it is apparently anomalous. The progress of the reaction in a mixture of 100 mm. of formaldehyde 4-100 mm. of oxygen was also followed analytically, the amounts of carbon monoxide, carbon dioxide, and hydrogen formed being determined. The results are given in table 3 Here, again, the results confirm previous observations th at the main overall reaction is that corresponding to CH20 + £0 2-+C0 + H 20 .
As with Spence, we find th at the C0 /C0 2 ratio falls as the reaction proceeds. The amount of hydrogen present appears to increase as the reaction proceeds. From these results it can be calculated th at the ratio of pressure change to amount of formalde hyde consumed is approximately 2-0 initially and rises to 2-2 at 45 min., and analy tical results show this to hold for other mixtures so th at to a first approximation the rate of pressure change measures the rate of disappearance of formaldehyde. 
(d) The activation energy of the reaction
The overall activation energy of the reaction has been determined from the variation of the initial rates with temperature of mixtures of 100 mm. formaldehyde and 100 mm. oxygen over the range 325 to 370° C. The results are shown graphically in figure 4 . The activation energy, deduced from the slope of this line, is found to be equal to 21-0 kcal. This value differs somewhat from the value given by Analysis of the products of reaction after 45 min. from a mixture of 100 mm. oxygen + 100 mm. formaldehyde at 367° C gave a CO/C0 2 ratio of 8-9, which is much the same as th at obtained in the same mixture at 337° C. We differ here from Askey, who reported a decrease in the C0 /C0 2 ratio as the temperature was raised.
The oxidation of gaseous formaldehyde (e) The rate at very low oxygen concentrations A series of runs was performed in which the initial pressure of oxygen was reduced to very small values. This caused little variation in the initial rate until the oxygen pressure was reduced to below about 7 mm. Below this value the initial rate began to fall off quite markedly as the pressure was reduced. I t is apparent that, at initial pressures of 0 2 below 7 mm., as shown in figure 5 , the pressure change after 45 min. is greater than would be expected even if all the oxygen had been used up in the reaction CH20 + 102 -CO + H 20 . Several runs with initial pressures of oxygen of this order were therefore followed for long periods of time (up to 3 hr.). It was found th at eventually a steady rate of pressure increase of about 1 mm. in 30 min. was obtained, though this was sometimes preceded by an induction period of as much as 40 min. after the normal oxidation was over. Figure 6 shows a typical run of this sort in which no induction period occurred. Analysis of these runs showed th at this time (min.) steady rate must have been due to an induced decomposition of formaldehyde; for example, in the run shown in figure 6 , analysis of the products after 170 min. showed th at 0*8 mm. of C0 2, 17*7 mm. of CO and 7*2 mm. of H 2 had been formed. Assuming th at practically all the oxygen is used up this would lead to 10-8 mm. of CO produced in addition to 0*8 mm. of C0 2. The residual amount of 6-9 mm. of CO produced must have come from the decomposition of formaldehyde and it will be noted th at it agrees well writh the figure of 7-2 mm. obtained for the hydrogen. (Pure formaldehyde could be kept a t 337° C in the reaction vessel for long periods of time without any pressure change occurring.) In view of these facts, attem pts were made to induce decomposition of formalde hyde by the addition of even smaller amounts of oxygen (of the order of 1 mm. Hg), and a few runs were performed in which 100 mm. of formaldehyde were added to 1 mm. of oxygen already present in the reaction vessel. The results were extremely variable. Though there was sometimes no pressure change at all, in others a steady pressure increase of approximately the same rate as th at obtained before (i.e. about 1 mm. in 30min.) was observed. The total pressure change after 2 hr. was of the order of 3 mm. and still increasing, and was greater than could be accounted for by oxidation.
It appears th a t the oxidation of formaldehyde produces intermediates which can catalyze the decomposition of formaldehyde and th at the hydrogen found in oxidation experiments would most probably arise from this decomposition.
The oxidation of gaseous formaldehyde 529 (/) The effect of vessel diameter
The sensitivity of the reaction to changes in vessel surface reduces the value of results obtained in different vessels, but, nevertheless, any profound effect should be noticeable. To test this, the rates of reaction in a series of pyrex reaction vessels of 2-8, 5*0 and 11*1 mm. diameter as used by Norrish & Reagh (1940) (constructed by joining together lengths of pyrex tubing of the appropriate diameter in parallel in groups of three and interleaving them with each other) and approximately the same volume (~80c.c.) were measured. The amounts of products formed after a given time are given in table 4. These values are the results obtained after several runs had been performed in each vessel so that a reproducible rate was obtained.
The above results show that, though there may be a slight retardation in the rate with decrease in vessel diameter, it is very small. This result is not, however, at serious variance with Spence; since over this range, he also finds relatively little variation. For example, from the reaction of 200 mm. of CHaO and 100 mm. of 0 2 in 25 min., 153 mm. of CO are produced in a 161 ml. bulb, compared with 136 mm. of CO in a 4 mm. cylindrical vessel. Thus after 25 min. only 17 mm. more CO was produced by a change in diameter from 4 to 68 mm. (assuming his bulb to be S1>herical)- 
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(g) Effect of added gases (i) Nitrogen. In order to determine any inert gas effect, the rate of pressure in crease in mixtures of 100 mm. of CH20 + 100 mm. of 0 2 together with 100 and 200 mm. of nitrogen added was observed. The results are shown in figure 7. There is an appreciable reduction in the initial rates which is greater, the greater the amount of inert gas added,; nor does the reaction proceed so far after 45 min. (ii) Carbon monoxide and carbon dioxide. The effect of adding 50 mm. of each of these products of the reaction separately to mixtures of 100 mm. of CH20 +100 mm. of 0 2 in a reaction vessel of 23*6 mm. diameter at 337° C was studied to see whether they exert any specific inhibiting effect. There was no marked effect, any slight retardation being explicable as inert gas effect. No attem pt was made to study these gases as inert gases, as in the case of nitrogen.
(h) The shape of the pressure/time curves
The operation of the mercury seal meant th at the first fifteen seconds or so of reaction was not observed. In order to find whether there is an appreciable induction period or not, some runs were performed in which the mercury seal was not used. Polymerization is slow enough not to affect materially the pressure change occurring in the first 10 min. of reaction. In general, the curves did not exhibit concavity toward the time axis and no induction period was observed, but in one or two exceptional cases quite an appreciable concavity was noted and the maximum rate was not attained until 2 or 3 min. after admitting the mixture to the reaction vessel. This effect did not appear to be normal and we are inclined to ascribe its rather rare and haphazard occurrence as due to some variation in the surface.
D i s c u s s i o n
The experimental work described above confirms the results of previous workers as regards the main course of the reaction and the slight influence of oxygen con centration on the rate. I t has been shown th a t the initial rate is proportional to the square of the formaldehyde concentration, and th at the hydrogen produced probably arises from an induced decomposition of formaldehyde. The value obtained for the activation energy agrees more closely with the value originally obtained by Fort & Hinshelwood than with the values given by Spence and Snowdon & Style.
The results with vessels of different diameters ranging from about 3 mm. upwards show that, contrary to previous statements, the rate of .the reaction is almost, if not quite, independent of this parameter which appears to have a second order effect only. Spence's results also support this conclusion since he finds that increase of diameter beyond approximately 4 mm. produces only a relatively small increase in the amount of CO produced. Snowdon & Style state th at the value of the constant C in their equation for the rate
is increased by a decrease in the diameter, but the values for C which they give show such a spread th at this is doubtful, particularly as the experiments were performed at different temperatures. It would appear th at the rate is, therefore, almost in dependent of reaction vessel diameter down to a value of about 3 mm. below which inhibition of the formation of carbon monoxide begins to be marked. Spence has put forward a reaction scheme for the oxidation based on a theory of aldehyde oxidation in solution originally proposed by Backstrom (1930) . His scheme involves the peroxidic HCHOa together with activated formaldehyde and formic acid molecules, and comprises a branching reaction. The scheme leads to the rate equation
&'[HCHO]2 -fc"[HCHO] + F d[HCHO]
I t is important to note, however, that this scheme does not indicate the nature of the initiation process, nor does there seem to be any experimental evidence such as inhibition or induction periods which warrants the introduction of a branching reaction at this temperature. Further, the intermediates chosen for this scheme cannot be regarded as the most likely ones in the light of more recent work on reactions involving organic molecules, such as the photolysis and photo-oxidation of formaldehyde, and the choice has no fundamental basis other than an ad hoc convenience. We shall hope to show that a simpler choice will explain the results as well, if not better.
As 
CH20 2 + CH20^i CO + H 20 + c h 2o 3,
2CH20 2-2CO + 2HaO,
c h 2o 2+ ? -c o 2+ ....
From this scheme they claim to deduce an expression of the above form. This, however, cannot be done unless oxygen does not enter as a kinetic factor in equation (5) and the precise significance of the oxygen in this step, as they have represented it, becomes obscure. Snowdon & Style, too, make no suggestion as to the initiation mechanism, except to state that it probably occurs on the surface, but if this is so it is difficult to see how the rate of reaction can be independent of surface, since the effect of inert gas in reducing the velocity suggests th at termination occurs in the gas phase.
In order to obtain a reaction scheme involving a more probable choice of inter mediates, a consideration of related reactions is of value. Work on the photolysis and photo-oxidation of formaldehyde has led to the suggestion th at the reactions H + HCHO->H2 + CHO, 0 + HCH0 -* 0 H + CH0 , are involved, and these therefore may well be concerned in the thermal reaction. There is some doubt as to the stability of the formyl radical; Akeroyd & Norrish (1936) and Leermakers (1934) have both concluded from their results th at it is unstable at temperatures above 100° C and decomposes giving CO and H. This is not in conflict with the views of Burton (1938) who deduces a measure of stability below 100° C and indeed it appears probable th at it is due to this change in stability th at the photolytic decomposition of formaldehyde changes into a chain reaction of ever increasing quantum yield a t temperatures above 100° C. The dissociation of CHO into CO and H is approximately thermoneutral and we have therefore assumed th at at elevated temperatures it will split rapidly to give CO and H.
If this is so, the above reactions can be written:
The decomposition of formaldehyde itself is approximately thermoneutral, its heat of formation from carbon monoxide and hydrogen being exothermic to the extent of only 1-1 kcal. Formaldehyde is readily decomposed, and gives a system similar to that of mixtures of carbon monoxide and hydrogen, the kinetics of oxidation of which are controlled by the same reactions as operate in the hydrogen/oxygen reaction. It is therefore suggested that the same radicals are involved in the for maldehyde oxidation, and th at a scheme involving H, OH, and H 0 2 can be set up which will explain the kinetic results. This has indeed proved to be the case as will be seen from the kinetic equations deduced from the following scheme. We shall postulate, therefore, the following reactions ( = CH20): 
(IX) H + 0 2 + wall = H 0 2,^9 -With reference to reaction (I), the initiation step, it has been shown (Bowen & Tietz 1930 ) th at at low temperatures, formaldehyde readily reacts with oxygen to give performic acid, and it is reasonable to suppose th at at the higher temperatures involved here this peracid is not formed but that the normal acid and an oxygen atom are formed instead (Norrish 1935) . Reactions V, VI, VII and V III are shown as ternary processes, but we prefer rather to regard the collision between H and ()2 in the nature of a ' sticky ' collision in which a highly energized H 0 2 complex of short life results, and dissociates unless stabilized by collision with another molecule; if, however, in the course of its brief existence the energized complex encounters a formaldehyde molecule, reaction ensues and the chain is propagated. Thus, reactions V, VI, VII and V III from this point of view are not true ternary collisions, but represent reactions of the short-lived energized H 0 2 complex. From the kinetic point of view, on the other hand, they can be conveniently represented as shown without in any way affecting the mathematical analysis. With the stabilization of H 0 2, its reactivity, according to this conception, is lost and thus reactions VII and V III involve chain termination. All this is in accord with the fact th at in the analogous hydrogen/ oxygen reaction the formation of H 0 2 is concluded by Lewis & von Elbe (1938) to be the effective chain ending process at the second limit, and that according to Willbourn & Hinshelwood (1946) the reactions H 0 2 + H /'H O + OH 2X *H0 2 + H only become effective in the region approaching the third limit at 550° C. I t may be suggested here that even in this case the chain is propagated by the short-lived energized complex, rather than the stabilized H0 2 radical, since the above propagating reactions only become effective at the high pressures of H2 approaching the third limit-i.e. when reaction with H2 can compete effectively with stabilizing processes.
The experiments described in this paper relate to a region some 200° lowercirca 350° C, and it is further in accord with our view expressed above th at Lewis & von Elbe have concluded th at reaction between H 0 2 and hydrogen does not occur in this temperature range.
I t should be noted in connexion with the above scheme th at the four propagation reactions add up to the overall reactions: CH20 + 0 2 = c o 2 + h 2o , 2CH20 + 0 2 = 2C0 + 2H 20 , CH20 = CO + H 2, and that initiation and termination do not affect the final stoichiometric result. For the equilibrium of (0 ) atoms we have
k1 (02 )(F) = k2 (0)(F ).(i)
Also, since the chains are started by (I) and terminated only by (VII), (VIII), and (IX), we have The rate of disappearance of formaldehyde is given by
Using equation (i) and substituting for (OH) and (H), this becomes d(F) dt
n 10 H fn *i<°,)(f), (2t,+ t.) ■
aM ^k ,( 02 )-k,(X)+ ^(8)1 ,1 + k,(02) + ks(X)
The first term of this expression concerns initiation only and may be neglected in comparison with the second involving propagation, while the third is concerned solely with the induced decomposition of HCHO, which is also small. Thus, approximately, _d(F) = k1(Ot)(F)»(2ki + ke) dt k7(02) + ks{X) +
We shall suppose that above diameters of about 4 mm. is small and may be neglected, so that, with the absence of inert gases and of products which can behave in the same way as they do, the equation reduces to
for the disappearance of formaldehyde in the early stages of the reaction in accord ance with the experimental evidence on the effect of formaldehyde and oxygen concentrations on the initial rates.
Only with the surface increased to a very large value will any marked reduction in the rate take place, a result which is in accord with our results and those obtained by Spence, and it is because of this th at we have introduced the reaction (IX) into the scheme, though under normal conditions it can be omitted for practical purposes.
I t has been shown earlier th at nitrogen exerts a retarding effect on the reaction, and it should be possible to check equation (v) against its observed effect. This reduces to
in the case when surface is unimportant and inert gas has been added. In the cases shown in figure 5 , with mixtures of 100 mm. 0 2+ 100 mm. CH20 alone and with 100 and 200 mm. of added nitrogen, the initial rates were respectively in the ratio of 1 :0-8 : 0*6. If the ratio k jk 7 is given the value J, i.e. if it is ass X = N2, then reaction (VII) is four times as probable as reaction (VIII), then the rates would be predicted to be in the ratio of 1: 0*8: 0*66 in fair agreement with the observed effect of nitrogen on the initial rates.
I t has already been pointed out th at although the initial rates are independent of oxygen concentration, the later portions of the curves show a distinct trend towards a higher rate, the higher the concentration of oxygen. Choosing a point when an equal amount of reaction has taken place (in this case when a pressure change of 22*5 mm. has occurred) the rates are in the ratio of 7-8 : 6-0 : 3-5 : 2-0 for oxygen concentrations of 200, 150, 100 and 50 mm. respectively. Now if we suppose that CO and C0 2 can also act as the stabilizing agent X in H 0 2 formation, it should be possible again to predict the variation in rates. Assuming the amounts of products for a given pressure change to be the same in all cases, then when a pressure change of 22-5'mm. has occurred, there will be some 45 mm. of CO and 5 mm. of C0 2 formed and some 27*5 c.c. of 0 2 will have been used up. If k7 i s of the s predicted values of the fraction (0 2)/(0 2) + ( X )a re in the rat Thus the form of the equation will certainly allow a qualitative explanation of the effect of oxygen on the later stages of the reaction, a fact which is not explained by the schemes previously advanced. Moreover, since the initial rates are independent of oxygen, it is approximately true th at after, say, 5 min. the same amounts of products will have been formed even at low oxygen concentrations. At low oxygen concentrations the term ks(X) will become comparable with & 6(0 2) at a much earlier stage in the reaction, and so the effect on the later stages of the pressure/tirae cu/ves of varying the oxygen concentration would be expected to be much more appreciable, as can be seen to be the case in figure 5 .
A strong argument in favour of the present mechanism is to be found in the existence of the coupled induced decomposition which is predicted from the theory, and proved experimentally above. From equation (iv) above, the term involving h h W 2 decomposition has the form As long as thermal decom-*,(0 2) + ks(X) + k9(S position remains small in comparison with oxidation, this term is insufficient to cause any appreciable modification of the reaction rate with oxygen. But as we have seen, when the oxygen concentration approaches small values, the coupled induced decomposition term takes on greater relative importance until finally with a partial pressure of formaldehyde of 100 mm. and oxygen concentrations of the order of 1 mm., steady reaction can be sensitized in which the decomposition of the formalde hyde is greater than could be accounted for by the oxidation reaction. I t need hardly be pointed out that earlier theories proposed have no provision for this reaction which is on the other hand predicted naturally by the scheme put forward here, and th at at the temperatures at which the experiments were carried out formaldehyde is completely stable. For this reason, as well as the fact th at it will accommodate all the other kinetic data, we consider the mechanism given above to be preferable to those already advanced.
Referring back to the equation The energy of activation is therefore equal to El + E,, where and E, are the activation energies associated with the velocity constants kx and k" k1 being assumed to have a negligible activation energy. Now, the reaction 0 2 + H 2C0 = H 2C0 2 + 0 is exothermic to the extent of 2*3kcal. An overall activation energy of 21 kcal. is therefore very reasonable.
It has already been pointed out, that Kane et al. have obtained ignitions in mix tures of formaldehyde and oxygen containing 8 and 16 % of formaldehyde at pressures of about £atm. when the temperature is raised to 550° C; i.e. in the pressure/temperature region where hydrogen/oxygen mixtures ignite. This would easily be interpreted on the above reaction scheme by assuming th at the branching reaction H + 0 2-> OH + O comes into play as the temperature is raised.
Fatigue of .mineral glass under static and cyclic loading B y C. G u r n e y a n d S. Round soda-glass rods were broken in four-point bending. In one series of experiments, the load was increased at a constant rate until fracture occurred, and in another series, the times to fracture under a range of constant loads were determined. Tests in each series were made under three different test conditions-non-rotating, rotating at 14 r.p.m. and rotating at 10,000 r.p.m. It is concluded from the experiments that glass does not fatigue under cyclic loading appreciably faster than it does under static loading. This was in accord with expectations, if the static fatigue of glass is due to the spread of cracks rather than to deterioration o f the inherent strength of flawless material.
As fracture of glass under static conditions is not preceded by flow and work hardening as it is for metals, the difference in fatigue behaviour of glass and metals is an indirect indica tion that the fatigue of metals is associated with flow and work hardening, and thus agrees with more direct evidence on the nature o f fatigue in metals.
I n t r o d u c t i o n
In connexion with metals, 'fatigue' has come to be used to denote deterioration in strength caused by cyclic loading with or without mean stress, whereas in experi ments with glass, 4 fatigue ' usually denotes deterioration under static loading in a
